Inorganic chemistry 



Lecturer . 8 





Inorganic chemistry *** Lecturer . 8 

Bond Polarity and Electronegativity 

The electron pairs shared between two atoms are not necessarily shared equally 
Extreme examples: 

1. In Cl 2 the shared electron pairs is shared equally 

2. In NaCl the 3s electron is stripped from the Na atom and is incorporated into the 
electronic structure of the Cl atom - and the compound is most accurately described 
as consisting of individual Na + and Cl' ions 

For most covalent substances, their bond character falls between these two extremes 

Bond polarity 

• is a useful concept for describing the sharing of electrons between atoms 

• A nonpolar covalent bond is one in which the electrons are shared equally 
between two atoms 

• A polar covalent bond is one in which one atom has a greater attraction for the 
electrons than the other atom. If this relative attraction is great enough, then the 
bond is an ionic bond 

Electronegativity 

Electronegativity refers to the ability of an atom in a molecule to attract shared electrons 
The Pauling scale of electronegativity: 
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Electronegativity 
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• A quantity termed 'electronegativity ' is used to determine whether a given bond 
will be nonpolar covalent, polar covalent, or ionic. 
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• Electronegativity is defined as the ability of an atom in a particular molecule to 

attract electrons to itself 

( the greater the value, the greater the attractiveness for electrons) 
Electronegativity is a function of: 

• the atom’s ionization energy (how strongly the atom holds on to its own 
electrons) 

• the atom's electron affinity (how strongly the atom attracts other electrons) 

(Note that both of these are properties of the isolated atom ) 

For example, an element which has: 

• A large (negative) electron affinity 

• A high ionization energy (always endothermic, or positive for neutral atoms) 
Will: 

• Attract electrons from other atoms 

• Resist having its own electrons attracted away 

• Such an atom will be highly electronegative 

• Fluorine is the most electronegative element (electronegativity = 4.0), the least 
electronegative is Cesium (notice that are at diagonal corners of the periodic 
chart) 

• The effective nuclear charge (Z e ff) equals the number of protons in the nucleus 
(Z), minus the average number of electrons (S) that are between the electron in 
question and the nucleus 

z„ = z -s 

General trends: 

• Electronegativity increases from left to right along a period 

• For the representative elements (s and p block) the electronegativity decreases 
as you go down a group 

• The transition metal group is not as predictable as far as electronegativity 
Electronegativity and bond polarity 

We can use the difference in electronegativity between two atoms to gauge the polarity 

of the bonding between them 
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• In F 2 the electrons are shared equally between the atoms, the bond is nonpolar 
covalent 

• In HF the fluorine atom has greater electronegativity than the hydrogen atom. 

The sharing of electrons in HF is unequal: the fluorine atom attracts electron density 
away from the hydrogen (the bond is thus a polar covalent bond) 

The H-F bond can thus be represented as: 

5 + 6 - 

H - F or 

• The '8+' and ’8-' symbols indicate partial positive and negative charges. 

• The arrow indicates the "puli'* of electrons off the hydrogen and towards the 
more electronegative atom 

• In lithium fluoride the much greater relative electronegativity of the fluorine 
atom completely strips the electron from the lithium and the result is an ionic 
bond (no sharing of the electron) 

A general rule of thumb for predicting the type of bond based upon electronegativity 
differences: 

• If the electronegativities are equal (i.e. if the electronegativity difference is 0), 
the bond is non-polar covalent 

• If the difference in electronegativities between the two atoms is greater than 0, 
but less than 2.0, the bond is polar covalent 

• If the difference in electronegativities between the two atoms is 2.0, or greater, 
the bond is ionic 



Bond Polarity 

A polar bond can be pictured using partial charges: 
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Lewis Dot Structures ( VSEPR ) 

G. N. Lewis was probably the best chemist who never won the Nobel Prize . 
G.N. Lewis 



• reasoned that an atom might attain a noble gas electron configuration by 
sharing electrons 

• A chemical bond formed by sharing a pair of electrons is called a covalent bond 
Lewis Dot Structures (revision) 

Lewis dot structures present a simple approach to bonding that allows us to 
rationalize much molecular structure. The idea is that atoms share electrons in the 
valence shell to form the chemical bond, with one pair of electrons per bond. Note 
that each H-atom has two electrons, which is the structure of He, the next inert gas. 



Valence electrons Electron pair = single bond 
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When two chlorine atoms covalently bond to form Cl 2 , the following sharing of 
electrons occurs: 
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Each chlorine atom shared the bonding pair of electrons and achieves the electron 
configuration of the noble gas argon. 

In Lewis structures the bonding pair of electrons is usually displayed as a line, and 
the unshared electrons as dots: 
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The shared electrons are not located in a fixed position between the nuclei. In the 
case of the H 2 compound, the electron density is concentrated between the two nuclei: 

The two atoms are bound into the H 2 molecule mainly due to the attraction of the 
positively charged nuclei for the negatively charged electron cloud located between them 

For the nonmetals (and the 's' block metals) the number of valence electrons is equal 
to the group number: 
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Drawing Lewis Structures 



The general procedure... 

1. Sum the valence electrons from all atoms 

• Use the periodic table for reference 

• Add an electron for each indicated negative charge, subtract an electron for 
each indicated positive charge 

2. Write the symbols for the atoms to show which atoms are attached to which , and 
connect them with a single bond 

• You may need some additional evidence to decide bonding interactions 

• If a central atom has various groups bonded to it, it is usually listed first: C0 3 2 

, sf 4 

• Often atoms are written in the order of their connections: HCN 

3. Complete the octets of the atoms bonded to the central atom (H only has two) 

4. Place any leftover electrons on the central atom ( even if it results in more than an 
octet) 

5. If there are not enough electrons to give the central atom an octet, try multiple bonds 
( use one or more of the unshared pairs of electrons on the atoms bonded to the central 
atom to form double or triple bonds) 

Drawing Lewis Structures 

• Sum the valence electrons from all atoms . 

Add one for each negative charge and subtract one for each positive charge. 
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• Draw a skeleton structure with atoms attached by single bonds. 

• Complete the octets of atoms bound to the central atom. 

• Place extra electrons on the central atom. 

• If the central atom doesn't have an octet, try forming multiple bonds . 
Draw the Lewis structure of phosphorous trichloride (PC1Q 



This is an example of a central atom, P, surrounded by chlorine atoms 

1. We will have 5(P) plus 21 (3*7, for Cl), or 26 total valence electrons 

2. The general symbol, starting with only single bonds, would be: 




3. Completing the octets of the Cl atoms bonded to the central P atom: 
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4. This gives us a total of (18 electrons) plus the 6 in the three single bonds, or 24 
electrons total. Thus we have 2 extra valence electrons which are not accounted for. 
We will place them on the central element: 
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5. The central atom now has an octect, and there is no need to invoke any double or 
triple bonds to achieve an octet for the central atom. We are finished. 
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Draw the Lewis structure for the NO + ion 



1. We will have 5 (N) plus 6 (O) minus 1 (1+ ion), or 10 valence electrons 

2. The general structure starting only with single bonds would be: 



N-O 

3. Completing the octet of the O bonded to N: 
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4. This gives us a total of 6 plus 2 for the single bond, or 8 electrons. There are 2 
unaccounted for electrons and we will place them on the N: 

l N-O S 

o a 

5. There are only 4 atoms on the N atom, not enough for an octet, so lets try a double 
bond between the N and O: 



SN=OS 

The oxygen still has an octet, but the N only has 6 valence electrons, so lets try a 
triple bond: 



[SN=0 a ] + 



Each atom now has a valence octet. We are finished. 



The brackets with the + symbol are used to indicate that this is an ion with a net charge of 1+ 

Drawing Lewis Structures 
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Formal Charge 

In some cases we can draw several different Lewis structures which fulfill the octet 
rule for a compound. Which one is the most reasonable? 

One method is to tabulate the valence electrons around each atom in a Lewis 
structure to determine the formal charge. The formal charge is the charge that an 
atom in a molecule would have if we considered each atom to have the same 
electronegativity in a compound. 



To calculate formal charge, assign electrons to their respective atoms as follows: 

1. All of the unshared electrons are assigned to the atom on which they are found 

2. The bonding electrons are divided up equally between each atom involved in 
the bond 

3. The number of valence electrons expected in the isolated atom is compared to 
the actual number of electrons assigned from the Lewis structure: 

The formal charge equals the number of valence electrons in the isolated atom , minus 
the number of electrons assigned in the Lewis structure 
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